A pit model was developed on the assumption that the metal ions hydrolyze inside the pits and that the corrosion products are transported by diffusion. Concentrations of Me e+, Me(OH)+, and H + ions, as a function of pit depth and current density, for Zn, Fe, Ni, Co, AI, and Cr were calculated. The main reason for passivity breakdown at the initial stages of pit growth, was found to be the localized acidification due to metal ions hydrolysis. Assuming a critical pH value for pit initiation, the following experimental facts could be explained: (i) the effect of the external pH on the pitting potential of Fe and stainless steel; (it) the effect of sodium borate concentration on the pitting potential of Zn; (it{) the effect of weak acid salts on the pitting potential of AI; (iv) the oscillations of the electrode potential of stainless steel and nickel in solutions of Cl-+ SO4 = ions; (v) the existence of a pitting inhibition potential; and (vi) the existence of a pitting protection potential. Through analysis of the transport processes inside a pit it was also concluded that the pitting potential of a metal should change with the CI-ion concentration according to the equation E~ = E/ --B 9 log [CI-] B = 0.059V being the slope of the curve at room temperature.
It is a generally accepted fact that pitting starts at a certain critical potential, known as pitting potential (1) . Yet the nature of such a potential still remains uncertain. Several explanations have been given, such as zero charge potential, potential-induced ion migration, electrically produced mechanical breakdown, competitive adsorption, salt-formation equilibrium potential, etc. (I). Nevertheless, none of these mechanisms could account for the way in which variables such as pH, ionic concentration, and inhibitor concentration affect the pitting potential. In recent publications, Wexler and Galvele (2) and Alvarez and GaIvele (3) reported that the pitting potential was the minimum potential at which localized acidity could be maintained inside a pit. The present paper, based on simple transport equations shows that such acidification can be obtained even at the very early stages of pitting, and that, as was recently reported (4), transport calculations inside the pit explain why variables such as an aggressive anion concentration, nonaggressive anion concentration, external pH, presence of weak acid salts, and alloying elements modify the pitting potential o'f a metal.
It is concluded that most of the observations made so far on the pitting potential can be explained simply by transport phenomena, and that processes like competitive adsorption, salt formation, film contamination, etc., even though present during the pitting process, do not play a major role in fixing the pitting potential.
Several authors have shown that the solution inside a pit, as well as that inside a crack or crevice, has a comgosition quite different from that in the bulk solution (5-i0). As early as 1937 Hoar (ii) proposed a mechanism of "autocatalytie" pit propagation, which considered that the main cause of pitting was the drop of pH inside the pit. Other authors (12, 13) postulated that the condition for pitting initiation was an increase of chloride ion concentration on the metal-solution interface. In a similar way Kaesche (14) considered the formation of saturated AICI3 inside a pit the necessary condition for the pitting of aluminum.
After studying the pitting of iron in various environments, Vetter and Strehblow (15, 16 ) questioned all mechanisms based on local composition changes. These authors assumed that the causes of pitting should be present in all the stages of pit growth, even in the smallest detectable pits. Pits as small as one micron in diameter, growing with current densities of the order of i-9 A/era 2 were detected in iron. According to their calculations, the origin of pitting could not be attributed to changes in pH, in potential, or in ionic concentration, since such changes would be meaningless in the initial stages of pitting. However, the pitting model developed by Vetter and Strehblow cannot be taken as a realistic model; according to their model the pH inside the pit increases during pit growth, while in practice the pH was found to decrease (5-I0).
Pickering and Frankenthal (17) developed a much simpler pit model, and they analyzed the changes in composition to be expected in the pit. Nevertheless, the model by Pickering and Frankenthal could not be applied in its original form to all pitting cases because, again, it would lead to pH increases inside the pit as the pit grew.
Pit Model
In the present paper a pit model similar to that developed by Pickering and Frankenthal is used (Fig.  1) . Their model was developed for a metal that would dissolve in an acid solution and consequently always resulted in a decrease in the pH inside the pit. To overcome this difficulty, the model used herein assumes that the pH of the bulk solution can take any value from acid to alkaline values.
The model by Pickering and Frankenthal takes into consideration the transport of ions both by diffusion and by electrical migration. In this way, complex formulae are obtained when the study of the hydrolysis of the metal ions, or modifications of the external pH are attempted. Since, as shown by Vetter and Strehblow (16) , pitting initiation takes place with small changes in the electrolyte composition, it is reasonable to assume that the bulk solution acts as a supporting electrolyte for the metal ions and the hydrolysis products produced during pitting initiation. In this way the transport equations are considerably simplified, since only transport by diffusion remains important. The following are the main modifications introduced in the model used in the present paper:
(i) Instead of a single charge transfer reaction, a more general expression is used for the anodic reaction taking place inside the pit Me = Me n+ + ne [1] The dissolution reaction is assumed to take place at the bottom of the pit, (Fig. 1 ) as in the model by Pickering and Frankenthal. No reaction takes place at the walls of the pit. In this way a unidirectional pit model is obtained, with a considerable simplification in the mathematical treatment.
(if) Reaction [1] is assumed to occur in a sodium salt of an aggressive but noncomplexing anion. The pH of the bulk solution could have any value, and is given as a boundary condition. (iii) It is assumed that reaction [1] is followed by a hydrolysis equilibrium of the type Me n+ -t-H20~ Me(OH) ('~-1)+ -t-H + [2] and that this equilibrium is very quickly reached (18) . Reaction [2] is a simplified description of the processes taking place inside a pit. Polynuclear complexes could be formed, or further degrees of hydrolysis could occur. Nevertheless, reaction [2] will give the minimum degree of acidification expected inside a pit. On the other hand, either no polynuclear complexes are reported for the metals used in the present work, or their formation rate is very slow (18, 19) .
(iv) The last, and most important, modification introduced to the Pickering and Frankenthal model is the assumption that the aggressive anion salt acts as a supporting electrolyte for the ionic species formed in reactions [1] and [2] . 2 Since it is assumed that the bulk solution could have any pH value, reaction [2] has to be rewritten to account for the contribution of the OH-ions at pH values higher than 7
From Eq. [3] we find that inside the pit there are five species (S1-$5), the concentrations of which should be calculated. The detailed mathematical treatment for a system like this can be found in Vetter's work (20) . The five unknown concentrations are calculated by resolution of the five following equations: the flow of the species containing Me atoms will be given by
the flow of the species containing O atoms will be given by dC2 dC3 + dC4
D2 -~x -]-Da -~x D4 dx
and the flow of the species containing H atoms will be given by
Finally, the two following equilibrium relations must be considered C4 9 C5 9 K1 = [7] CI which is the law of mass action applied to reaction [2] and Kw = Ca 9 C5 [8] which is the ionic product of water. In the above equations, Dj is the diffusion coefficient in cm2/sec, Cj is the concentration in mole/cm 3 of the species j, n is the charge of the metal ion as given in Eq. [1] , F is the Faraday constant, *K1 is the equilibrium constant of reaction [2] , i in A/cm e is the current density of reaction [1] , and x is the pit depth in cm where x =-0 at the opening of the pit.
The assumed boundary conditions for x = 0 are C1 : 0; C3 : Kw'10 -pH mole/liter; C4 = 0; and C5 = 10-~ ,H mole/liter. As a first approximation all the diffusion coefficients, except those for H + and OH-ions, are taken as equal to 10 .5 em2/sec; therefore D1 = D2 = D4 = 10 .5 cm2/sec, D3 = 5.3 X 10 -5 cm2/sec, and D5 = 9,3 X 10 .5 cm2/sec. The equilibrium constants used were taken from the review by Sillen and This assumption is exact only when the supporting electrolyte is in great excess over the electroactive species. However, it has been shown [Ref. (20) , p. 175] that even a minor addition of supporting electrolyte of the order of magnitude of the concentration of the electroactive species reduces to a large degree the influence of the electric field. --D3 dx --D4-~x + D5 dx Equation [8] is solved for Ca, and this expression is substituted for C8 in Eq. [9] . Equation [7] is solved for C1, and the resultant expression is substituted for C1 in Eq. [4] . By integration, the following two equations are obtained
Using the above-mentioned boundary conditions, constants k and k' are calculated. Equation [11] is solved for C4, and the resulting expression is substituted for C4 in Eq. [10] . By giving values ~o C5, the values of the parameter x 9 i are calculated. With the same values of C5, the values of C4 are calculated in Eq. [11] . Then C1 is calculated in Eq. [7] and C8 in Eq. [8] . No calculations are made for C2.
Ionic Concentration Diagrams
The above-mentioned calculations were made for the ionic concentration diagrams of the following systems: Zn/Zn 2+ (Fig. 2) ; Fe/Fe 2+ (Fig. 3) ; Ni/Ni 2+ (Fig. 4) ; A1/AI 3+ (Fig. 5) ; and Cr/Cr ~+ (Fig. 6 ). The diagram in Fig. 4 applies also to Co/Co 2+, since the same *K1 value was used for Ni and for Co (see Table I ).
The pH values for the bulk solution were chosen so that the oxide film might be under thermodynamically stable conditions according to Pourbaix diagrams (21) . The pH values used were pH 7 for aluminum and chromium, pH 9 for zinc, and pH 10 for iron, nickel, and cobalt.
The straight line CMe in the diagrams indicates the total of the concentrations of all the species containing Me atoms. The line is broken for a concentration of 10 mote/liter to indicate that saturation of the Me salt should be reached. Actually, the present treatment is valid only for diluted solutions, and deviations from the calculated diagrams should be expected for such high concentrations.
The ionic concentration diagrams give the concentrations of Me ~+, Me(OH)(n-l)+, and H + ions as functions of x. i. If the current density inside the pit is known, the diagram wili show the ionic concentrations along the pit. On the other hand, at a certain given pit depth the diagram will show the current density required to get a certain change in the ionic concentration. For example, let us consider the case of iron in 1.0M NaCl solution at pH 19 (Fig. 3) . Let us assume that the iron sample has two pits different in size, one of them 10 -6 cm deep and the other 10-4 cm deep. If the current density inside the pits is 1 A/cm 2, the x -i values will be 10 -8 and 10-4 A/cm, respectively. From Fig. 3 it is concluded that the composition at the bottom of the shallower pit will be 10-51V[ Fe ~ 5.0 X 10-4M Fe(OH)+, and pH 8.5. On the other hand, the We can also compare two different specimens, with pits of equal size, but with different current densities inside the pits. For example, if the pits are 10 -2 cm deep in both specimens, but the current density inside the pits is 10 -1 A/cm 2 in one of the samples and 10-4 A/cniS in the other, the composition at the bottom of the pits is going to be 5.0 X 10-2M Fe 2+, 5.6 X 10-SM Fe(Ott) +, and pH 5.1 in the first specimen (x. i z 10 -4 A/cm), and 5.0 X 10-SM Fe 2+, 5.0 X 10-5M Fe(O'H)+, and pH 9.95 in the second (x" i ----10-~ A/cm). While important changes in composition should occur with current densities of 1 A/cm s, virtually no changes should be expected for a current density of i0-4 A/cm 2.
No assumptions are made as to the way in which the current density could be obtained. In practice, it will mean that the electrode potential is properly changed. In most cases of acid solutions, such as those inside a pit, a logarithmic relation between current density and electrode potential should be expected.
Figures 2-6 show that, in spite of what Verier and Strehblow have indicated, the H + ion concentration inside the pit undergoes important changes when the pit size or the current density inside the pit is changed. It is also shown that, as found in practice, the pH inside the pit is lower than that of the bulk solution. From the data in Fig. 3 , the pI-I along a crevice or a crack in iron can be estimated. It was found (Fig. 7 ) that the pH predicted by the present model is somewhere between 3 and 4, for an external pH of i0. This 
Critical H + Ion Concentration
To be able to use the present ionic concentration diagrams in the study of pitting it is necessary to find the minimum degree of acidification necessary for sustained pit activity.
As a first approximation, the criterion used by Pourbaix for the potential vs. pH diagrams (21) was applied in the present paper. Pourbaix separates the passivity zones from the corrosion zones as follows. The solubility product of the passivating oxide film being known, the pH value at which such oxide film will be in equilibrium with a solution containing traces of metal ions is calculated. The concentration of the metal ions is arbitrarily taken as equal to 10 -6 mole/ liter. Such pH values are calculated herein by using the Kso values reported in Table I . The calculated pH values are indicated in Fig. 2-6 by means of a cross (+) on the H + ion concentration line. The pH values calculated are pH 9.5 for iron, cobalt, and nickel; pH 8.7 for zinc; pH 6.0 for chromium; and pH 5.0 for aluminum. All these values are in reasonably good agreement with those reported by Pourbaix (21) , with the exception of chromium which, according to Pourbaix, should be somewhere between 3.5 and 4.8. Due to the scattering of the Kso reported values (19) , and to the arbitrarily choosing 10 -6 mo'le/liter as the metal ion concentration, the calculated critioal pH values have an error of at least plus or minus one unit pH. This criterion of choosing the critical pH values is clearly a rough approximation and experimental information is necessary. In the case of zinc, the pH value calculated, 8.7, is in good correspondence with the experimental results reported by Davies and Lotlikar (22) . These authors found that zinc, in galvanostatic measurements, was passivated in solutions of pH 9.2, 10.0, and 11.0, and did not get passive in solutions at pH 8.2.
For iron the estimated pH value was 9.5. Wetter and Strehblow (23) reported passivity to pitting transitions for iron at pH values as low as 8.0. On the other hand, Alvarez and G.alvele (24) found that the pitting potential of iron is pH independent for pH values lower than I0, and pH dependent at values higher than i0. It was then concluded that the critical pH for iron should be around I0.
No experimental information is available for other metals or alloys. Nevertheless, the concept of a critical pH for depassivation was applied to stainless steels by Defranoux and Tricot (25). These authors found that the presence of chloride ions produced an increase in the critical pH for depassivation of stainless steels.
Current Density inside the Pits
To be able to use the ionic concentration diagrams it is also necessary to know the current density inside the pits. For aluminum in NaC1 solutions, Kaesche (14) reported that the minimum current density inside the pits was recorded at the pitting potential and had a value of 0.3 A/cm 2. For aluminum in 4M NaC1 solution, the current density inside the pits increased with the electrode potential, following what seemed to be a logarithmic law with a slope of b ----0.150V. At a potential 0.100V over the pitting potential the current density inside the pits was close to 1.1 A/cm 2.
Szklarska-Smialowska and Janik-Czachor (26) measured the current densities within pits for Fe-16Cr alloy in 0.7N NaC1 + 0.7N Na2SO4 solution. They found that the current density inside the pits was a function of potential, and according to the interpretation made by Sato et ah (27) it would follow a logarithmic law with a slope of b : 0.220V. For the Fe-16Cr alloy Szklarska-Smialowska and JanikCzachor reported a pit initiation potential of about 0.50V (SCE) and a pit passivation potential of --0.05V (SCE). From Sato's paper it is inferred that the current density at the pit initiation potential was about 8.0 A/cm ~, while at the pit passivation potential it dropped to 0.1 A/cm 2.
Sato et al. (27) reported that in austenitic stainless steels, for potentials higher than 0.60V (SCE) the current density inside the pits became potential independent, reaching a value of 8 A/cm 2.
Schwenk (28), working with 18/10 chromiumnickel austenitic stainless steels, reported a current density inside the pits, at the pitting potential, of the order of 0.5 A/cm 2. He also found that the reaction inside the pit followed a Tafel law, with a slope o,f b = 0.087V.
For pure iron, Vetter and Strehblow (15) reported pit initiation current densities ranging from 0.9 uP to 2.0 A/cm 2. For nickel pits of 1~ diameter, Vetter (29) reported current densities as high as 50-70 A/cm u.
From the above-mentioned results, it can be safely assumed that the current density inside a pit, at the initiation stage, is of the order of 1 A/cmk
Pit Initiation Conditions
Figures 2-6 show that for most of the metals studied the critical pH is reached with x 9 i values lower than 10 -8 A/cm. Since at pit initiation conditions the current density inside the pit is at least 1 A/cm 2, it is concluded that the necessary acidification can be obtained in pits as small as 10 .8 crn. 'This means that a crack in the p,assivating oxide film would give a diffusion path long enough to reach the critical pH. If such cracks are present, it would only be necessary to apply a potential high enough to reach the above-mentioned current density.
As for the existence of such cracks in the passive oxide film, there is abundant literature in favor of it. Current oscillations below the pitting potential were reported for aluminum (30) , for zinc (81) , and for stainless steels (32) showing the presence of a film rupture-reformation process. Vetter and Strehblow (16) reported that a change in the electrode potential, just before the injection of chloride ions, produced a noticeable increase in the pit density in iron. This was interpreted as a production of defects in the oxide film as a result of the potential shift. Sato (33) calculated the tensions induced in the oxide film by electrostriction, and concluded that they were high enough to produce mechanical breakdown of the oxide film. Fromhold (34) also found that the transport of ions through the passive film would produce stresses large enough to cause mechanical breakdown of the oxide film.
It can be concluded that film breakdown is constantly occurring on a passive metal. Nevertheless, the exposure of bare metal does not necessarily lead to localized corrosion. Straining metal experiments (2, 3, 30) have shown that the exposure to bare metal does not lead to pitting, unless the electrode potential is equal to, or higher than, the pitting potential.
Once the crack in the passive film is produced, if the electrode potential is high enough, a net anodic current density will circulate through the fissure. From the diagrams in Fig. 2-6 it should be possible to predict at which current density the critical acidification can be reached, or if the metal will repassivate. Figures [2] [3] [4] [5] [6] show that the critical acidification varies from metal to metal 9 For aluminum, for example, it is much higher than for iron or nickel. Nevertheless, in all cases the critical acidification is reached for very low x 9 i values.
So far it has been assumed that the current density inside the pit is of the order of 1 A/cm ~. For some metals, as is probably the case with chromium, it might happen that such high current densities could not be reached. Then the metal would not be susceptible to pitting 9 Nevertheless, the critical x. i value can be reached even with small current densities, provided that a sufficiently long diffusion path is present 9 That woutd be the case in a crevice. In this way, a metal could be resistant to pitting, but susceptible to crevice corrosion. From the electrochemical point of view both processes would be equal, the only difference being the length of the diffusion path.
Effect of the External pH on the Pitting Potential
A large increase in the pH of the bulk solution inhibits the pitting process 9 Leckie and Uhlig (35) reported that the pitting potential of stainless steel was independent of the pH in the range of 1-7, but for pH values higher than 7 the OH-ion acted as pit ir~-hibitor. In the same way, Venu etal. (36) and Rajagopalan et M 9 (37) reported that the presence of NaOH inhibited the passivity breakdown of steels in NaC1 solutions.
By appropriate modification of the boundary conditions, it is possible to calculate the effect of the external pH on the concentration profiles in the ionic concentration diagrams. Calculations were l~erformed for iron, assuming external pH values ranging from pit 7 to 12 (Fig. 8) . The external pH was found to modify the shape of the H + ion concentration curve inside the pit. The critical pH for iron is somewhere between 9 and 10. If the pH of the bulk solution is 10, the critical pH value would be reached with x 9 i values of about 10 -6 A/cm. By increasing the external p.H to 11, x-i values of 10-~ A/cm are required. For pH 12 the critical acidification is reached only with x 9 i values of 10 -4 A/cm. The experimental conditions being equal, this means that the current density has to increase one order of magnitude whenever the pH of the bulk solution is increased one unit. If the relation between potential and current density inside the pit follows a logarithmic law, then it should be expected that the pitting potential will follow a law of the type Ep = A + b 9 log COIl-
[12] Through galvanostatic experiments with high purity iron in NaC1 solutions, Alvarez and Galvele (24) found that the pitting potential of iron was independent of the pH between pH 7 and 10, but showed a logarithmic relation, as in Eq. [12] , from pH 10 to pH 12; the slope of the curve being b _--0.020V.
Presence of Anions of Weak Acid Salts
It is known that the presence of weak acid salts inhibits pitting by increasing the pitting potential. The pitting potential of aluminum is increased by the presence of soluble salts of acetate (38) , benzoate (38) , chromate (38, 39) or tartrate (39) . Pitting of zinc is inhibited by a borate buffer (40) , and the pitting potential of iron in the presence of a borate buffer (23) is more than 100 mV higher than in its absence (41) .
Anions of weak acids, because of their buffer properties, should modify the hydrogen ion concentration profiles in Fig. 2-6 . Under these circumstances, the following equilibrium will take place inside the pit LH ~,~ L-H-H + [13] where LH is the weak acid, and L-is the anion of the weak acid. The equilibrium constant of the reaction will be Ka. The other equilibrium reactions are
Me "+ -F H20 ~-Me(OH) (n-~)+ -t-H + [14] with the equilibrium constant *Ks, and H20 ~ H + § OH- [15] with the equilibrium constant Kw.
The over-all reaction will be 2Me "+ -}-H20 + O,H-+ LH~ 2Me(OH) r + 2H + -t-L-$1 $2 S~ $4 $5 $6 S~ [16] The boundary conditions are chosen as above, making allowance for the fact that the concentration of protons in the bulk solution will be related to the concentration of the weak acid (LH) and that of its anion (L-) through Eq. [13] . Figure 9 shows the ionic concentration diagram for zinc in the presence of 10-2N[ borax plus 1.0M NaC1 solution. By comparison with Fig. 2 , the presence of the borate salt is found to shift the hydrogen ion concentration line to higher x 9 i values. This means that, under otherwise equal conditions, in the presence of borax higher current densities are required to reach the critical acidification. Figure 10 shows the degree of shifting of the hydrogen ion concentration line for various borax concentrations. For borax concentrations lower than 10 -4 , little effect should be expected from the weak acid salt. For higher borax concentrations an increase of one order of magnitude in the concentration of borax results in an increase of about one order of magnitude in the x 9 i values. If the relation between potential and current density inside the pit follows a logarithmic law, it follows that the pitting potential of zinc should be related to the borax concentration by an equation of the type Ep -~ A' -P b' 9 log Cb [17] Cb being the concentration of the buffer salt. The value of b' should be equal to the Tafel slope of the metal in a pitlike solution.
The results in Fig. 9 are in good agreement with the measurements of pitting potentials for zinc reported by Augustynski et al. (40) . These authors found a logarithmic relation between the pitting potential and the buffer concentration for zinc in NaC1 and in NaC104 solutions. When the buffer concentration is higher than that of the aggressive anion, the pitting potentials measured by Augustinski et aL are higher than those predicted by Eq. [17] . The reason for this is that under such circumstances the aggressive anion is not acting as a supporting electrolyte, and the concentration buildup of the buffer anion inside the pit must be accounted for.
Diagrams similar to those in Fig. 10 were found for iron in the presence of borax. Vetter and Strehblow (23) reported a pitting potential of --0.17V (NHE) for iron in a 0.1M NaC1 solution containing 0.029M KH2BO3 + 0.021M H3BOs. In the absence of buffers, Semino and Galvele (41) measured pitting potentials from --0.32 to --0.34V (NHE). A diagram calculated for the solution used by Vetter and Strehblow shows that in their solution the x 9 i values were about two orders of magnitude higher than in that used by Semino and Galvele. The Tafel slope for iron inside the pit should be somewhere between 0.080 and 0.114V (42) . Equation [17] predicts a difference of 0.160-0.230V in the pitting potential values, which fits very well with the difference of 0.150-0.170V found between the experimental results.
From Eq. [13] one would expect that salts from acids of different strength should have different effects on the ionic concentration diagrams. Figure 11 shows the effect of 0.1M weak acid salt on the proton concentration line inside the pit for aluminum. The calculations were made for four different acid strengths, going from Ka : 10 -6 up to Ka : 10 -~ mole/liter. The lower the value of Ka, the higher the x 9 i values. From Fig. 11 it is concluded that the salt with the lowest Ka should be the most effective pitting inhibitor. Table II shows Ka values for various weak acids. From Table H and from Fig. 11 it can be concluded that from among chromate, acetate, and benzoate, chromate should be the most effective and benzoate the least, in correspondence with the experimental results reported by BShni and Uhlig (38) . Tartrates should be the least effective inhibitors, as reported by De Micheli and Galvele (39). According to Table II silicates and borates should have good inhibitor properties. The present model does not take into consideration the possibility of formation of insoluble compounds between the metal ions and the weak acid anions. Such precipitates would occlude the pits, thus enhancing the inhibition capacity of the weak acid salt.
Aggressive Anion Concentration
If the concentration of the aggressive anion salt is changed over a wide range of values, the assumption that such salt is acting as a supporting electrolyte is not valid. In this case the electric field inside the pit cannot be ignored, and Eq. n---' :' --F L~ + z~" Cj "'R---:f-T dx for the reacting species, where vj is the stoichiometric factor of the species Sj, and dr is the electric field. For the nonreacting species the following equation is used [19] A further equation used is the condition of electroneutrality ~ zj 9 Cj = 0 [20] The resolution of the above equations for a system where hydrolysis equilibrium is included is quite complex. Nevertheless, the resolution for a simpler system gives very useful information.
Cj .-= Co " e -(zj'F/RT)'r
Let us assume that the metal is dissolving according to reaction [1] . Neglecting for a while the hydrolysis reaction of the metal ions, we will assume that the only ionic species present are: Men+; Na+; and C1-. Under these conditions the following set of equations has to be solved
[ dCMe F d~ ]
i : DMe ~-n " CMe " [21] n.F ~ R .T dx for Me n+ ions Cxa = Ca " e +* [22] for Na + ions, where % ----F 9 r 9 T Ccl --Co 9 e-$ [23] for C1-ions, and the electroneutrality condition 7~ " CMe 2c CNa --Cc1 : 0 [24] C•a and Cci in Eq. [24] are substituted for Eq. [22] and [23] n 9 CMe ----Co " e +r --Ce " e -@ [25] Equation [25] is substituted for n 9 CMe in Eq. [21] . By differentiating Eq.
[25], dCMe/dx is obtained, and it is substituted for in Eq. [21] . By integration of Eq. [22] , and taking into account the following boundary conditions for x ----0 (CMe ----0; CNa = Co; Cc1 = Co; and = 0), Eq. [26] is obtained i 9 X : Co " DMe " F 9 [(n+ 1) 9 e +* + (n--1) .e -$-2-n] [26] For n _--1 the equation developed by Picketing and Frankenthal is obtained (17) . By solving Eq. [26] for 7~ -= 3, DMe = 10 -5 cm2/sec, and Co ----1.0M, the diagram in Fig. 12 is obtained. Up to x 9 i values of 10 -3 A/cm, the line for CMe in Fig. 12 is the same as CA1 in Fig. 5 . For x 9 i values higher than 10 -z A/cm a small deviation is found. This indicates that the assumption of a suporting electrolyte, made while drawing Fig. 5 was valid, since the correction for r at low x 9 i values is negligible. According to Fig. 12 , a measurable electrical potential, r appears only for high x 9 i values. For 1.0M NaC1 solution at x 9 i ----10 -2 A/cm, the electrical potential could get up to some 0.035V. For lower Co values higher electrical potentials are found (Fig. 13) . In a 10-~M NaC1 solution at x 9 i ----10 -2 A/cm, the electrical potential increases up to 0.200V.
If the value of x 9 i is known, Fig. 13 can be used to evaluate the electrical potential, r under the experimental conditions of pitting potential measurement. There is not any precise information available, and only a rough estimation can be made. From the information in the literature, as mentioned above, we can assume that the current density inside a pit is of the order of 1 A/cm 2. As for the size of the pits, when measuring the pitting potential value they are usually visible under the optical microscope, so they must be at least 10 -2 cm big. Then, an estimate for x 9 i value, under stable pitting growth, would be x 9 i ~--10 -2 A/ cm. For such x 9 i values Eq. [26] is reduced to If the pitting potentials are measured at approximately constant x 9 i values, then for two different NaC1 concentrations we have Co I 9 e +$I ----Co II " e +$1I [ 
28]
Replacing for the value of 4, and taking logarithms
F F
In Co I + ~ ~bI ~--lr~ Co II -~-~ ~II [29] reordering and changing to decimal logarithms
Equation [30] would give the change of electrical potential inside the pit when the pitting potential is measured as a function of the NaC1 concentration. This electrical potential should be subtracted from the measured pitting potential value to get the real pitting potential. Equation [30] has a negative slope, with a value b = 0.059V at 2,5~ Table III shows experimentally measured slopes for pitting potentials vs. aggressive anion concentration. If, as assumed above, the x. i values are close to 10 -~ A/cm, then the electrical potential inside the pits accounts for all the changes in the pitting potential found for iron (24) , aluminum (44) , aluminum-copper alloys (44) , nickel (45) , nickelcopper alloys (45) , and zirconium (46) , and perhaps for stainless steel (47) . It also accounts for half the slope found for titanium (48) . The agreement between Eq. [30] and the experimental results in Table III is very good in view of the fact that Eq. [3.0.] is valid only for dilute solutions, and that the results in Table  III have not been corrected for ohmic drops outside the pits. Figure 12 also gives information about pit initiation conditions. According to some authors (12, 13) chloride ion buildup on the metal-solution interface would be the key factor for pit initiation. Figure 5 shows that the critical change in H + ion concentration is obtained with x. i values of the order of 10 -6 A/cm. On the other hand, Fig. 12 shows that to get any significant change in the chloride ion concentration x 9 i values of the order of 10-4-10 -3 A/cm are required. This means that for pit initiation, where x values are of the order of 10-~ cm, the critical proton concentration could be reached with current densities of 1 A/cm 2, while any measurable change in the chloride concentration would require current densities as high as 100-1000 A/cm% This consideration seems to exclude chloride ion buildup as a primary condition for pit initiation.
Mixed Electrolytes: NaCI -}-Na2SO4 Solutions
Sulfate ions are known to inhibit pitting of stainless steels in chloride solutions (35) . Equations [18] [19] [20] can also be used to study a mixed electrolyte such as NaC1 + Na2SO4 solutions. Equations [18] and [19] show that for anions of different charge, those with the highest charge will be preferentially accumulated at the metal-solution interface. Calculations made for a 0.1M NaC1 -~ 1.0M Na2SO4 solution show that the main effect is a reduction o~ the electrical potential inside the pit due to the presence of the divalent SO4 = ion. In the absence of sulfate ions the electrical potential, r for x 9 i equal to 10 -2 A/cm is 0.085V. The addition of 1.0M Na2SO4 to the solution reduces the electrical potential ~ to 0.010V.
More significant effects are found with lower ionic concentrations. For mixtures of 0.1M NasSO4 ~-0.01M NaC1 solution a remarkable buildup in sulfate ion concentration is found for x-i values higher than 10 -4 A/cm (Fig. 14) . Beginning with a SO4 = : C1-concentration ratio of 10: 1, ratios as high as 100:1 or higher are easily reached. As soon as a pit is nucleated, a sulfate ion concentration builds up inside the pit, and eventually the pit is repassivated. The pits will not be able to grow any further and sulfate anion would act as pitting inhibitor in NaC1 solutions. Figure 14 also explains the potential oscillations, under galvanostatic conditions, found by Szklarska-Smialowska and JanikCzachor (26) for iron-chromium alloys, and by Szklarska-Smialowska (49') for nickel in NaC1 + ~l-a~SO4 solutions. As soon as the pits start to grow a buildup in sulfate ions takes place inside the pits, thus deactivating them. Later the diffusion of sulfate ions to the bulk solution reduces the content of sulfate ions inside the pit, and a continuous process of activation and deactivation of the pits is established.
Pitting Potential and Protection Potential
From potentiokinetic measurements, Pourbaix (50) reported two different potentials related to pitting: the pitting potential or rupture potential above which pitting starts, and the protection potential or the poten.-ial below which active pits will stop growing. According to Szklarska-Smialowska and Janik-Czachor (26) the real pitting potential is that which Pourbaix calls the protection potential. These authors found that this potential is equal to the galvanostatically measured pitting potential, and concluded that the higher pitting potential potentiokinetically found is the result of the measuring technique.
The present pitting model can be used to explain the existence of two potentials found in the potentiokinetic measurements. As mentioned above, the oxide film on the passive metal will suffer continuous breaks, thus exposing bare metal to the solution. The current density circulating in those fissures will be a function of the electrode potential. At each potential the cracks in the oxide will show a characteristic x. i value given by the current density and by the length of the crack (Fig. 15a) . As soon as the system reaches the minimum x 9 i value for pit growth, which is x 9 i : 1 in Fig. 15 , the pit will start to grow. If the potential remains constant, the current density will also be constant, but x will increase with time, as will x 9 i (x 9 i : 2 in Fig.  15 ). If the potential is then lowered, the current density will drop, but the pit will continue to grow while the x 9 i value is higher thanl. This means that pitting will grow at potentials lower than the initiation potential. Finally the pit will stop either because the x 9 i value is lower than the minimum for pit growth, or ~because the electrode potential is lower than the corrosion potential inside the pit, and the acidification disappears as a result of hydrogen evolution.
Szklarska-Smialowska and Janik-Czacho.r's results can be used to find out whether the above-mentioned changes could take place during a potentiokinetic measurement. During potentiostatic measurements for Fe-16Cr in 0.TN Na2SO4 + 0.7N NaC1 solution, pitting could start at potentials as high as +0.50V (SCE). The reported current density inside the pits is about 8 A/ cmR Once started, the same pits will continue to grow at lower potentials, and they would stop at --0.05V (SCE). The current density inside the pits at this potential is 0.1 A/cmR Assuming a value for minimum x 9 i of 10 -5 A/cm, the pits will start to grow at 0.50V (SCE) in defects of about 1.3 X 10 -8 cm. When reducing the potential, the pits should have a minimum size of 10 -4 cm to be able to grow at the current density of 0.1 A/cmR With a current density of 8 A/cm 2 a pit of 10 -4 cm takes less than 0.4 sec to grow. Since the critical x. i values in Fig. 2-6 are lower than 10 -5 A/cm, a much shorter time will be required to obtain the two potentials reported by Pourbaix.
Conclusions
As shown in previous publications (2, 3) there is a potential below which no localized acidification can be maintained on the metal-solution interface. This potential is given by the corrosion potential of the metal in the acidified solution, Ec*. The alloying elements affect the pitting potential mainly by modifying the corrosion potential inside the pit. When measuring the pitting potential, a positive polarization, ~], is added to the corrosion potential, Ec*, to maintain a net anodic current density inside the pit, and secure the minimum x 9 i value. From the present paper it is concluded that a further addition should be made, Ei~h, when inhibitors like OH-ions or buffer salts are present.
Since the current density inside the pit is high, another contribution due to the electrical potential, r must be accounted for. In this way, the measured pitting potential is the total of the above mer~tioned factors All the observations reported so far in the literature on the pitting potential can be explained by transport phenomena. Processes like competitive adsorption, salt formation, film contamination, etc., even though present during the pitting process, do not play a major role in fixing the pitting potential.
